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The modern model of the physical structure of pure 
liquids is eharaoteriaed by the order-disorder concept, 
wherein a short range ordered arrangement of the mole­
cules of the liquid is encompassed with a long range 
disorder or chaos. Recent experiments^ studying the 
effect of pressure on the behavior of sound in water in­
dicate that water normally has a loose crystalline 
structure which absorbs sound waves, while under hi^ 
pressures water transmits sound waves with little absorp­
tion, indicating a disordered, amorphous structure, 
Tarious theories have been proposed to explain the order-
disorder model of liquids; and their validity, in view 
of the hi^-pressure experiments, must be reinvestigated, 
but for our purposes the observation of the probable pres­
ence of short range order suffices, A priori, since the 
motion of a molecule is determined by its interaction 
with surrounding molecules, it appears inevitable that 
with a dipolar liquid such as water some degree of 
electrostatic interaction and resultant structure should 
follow, 
When an ion is placed in water, charge densities 
opposite in sign necessarily induce a form of order where 
z 
th8 neighboring water molecules tend to orient with 
"Hieir oppositely charged poles toward the central ion, 
A similar tendency exists between a dipolar molecule, 
either permanent or induced, and its water environment» 
Themal agitation tends to disrupt the orientation, but 
the tendency towards ordering must inherently exist, 
^is physical interaction has been termed hydration* or, 
more generally, solvation, of the ion or molecule, and 
was first recognized by Bredig^, who explained by hy­
dration the anomalous observation that the ionic veloc­
ities of the alkali metal ions increase with increasing 
atomic wei^t, whereas lithium ion, with the smallest 
radius, should be expected to have the highest velocity. 
It appears that the small lithium ion is better able to 
attract to itself water molecules than the larger 
cesium ion which possesses the same charge but a lesser 
surface charge density, Cryoscopic measurements^ have 
indicated that for aqueous KCl solutions, the average 
amount of total hydration per potassium plus chloride 
ions is: IN KDl, 8,6 HgO; 0,55 KCl, 10,3 HgO, 
Considering a dilute aqueous solution of a strong 
electrolyte, e,g., STaCl, in water, Arrhenius demonstrated 
that the salt was completely dissociated into sodium and 
chloride ions. The Immediate neighborhoods of the ions 
3 
will possess some ordering of tb.e water molecules, but 
tlie presence of anions in the solution indicate that 
very probably the sodium ion will surround itself with 
an atmosphere of chloride ions together with the usual 
oriented water molecules, and similarly, a chloride ion 
will tend to electrostatically induce an ionic atmos­
phere of sodium ions together with water molecules. If 
a quantity of alien salt, say KCl, were now to be intro­
duced into this solution, the chloride atmosphere 
surrounding a sodium ion would be augmented over the 
original situation, and any properties of the sodium ion 
in the two cases would most certain differ. The concept 
of ionic strength,yi , of a solution is concerned with 
such variations in properties with total quantity of salt 
in solution, fhe ionic atmosphere is the fundamental con­
cept of the Debye-Hiickel theory, which quantitatively 
relates the active mass of ion present in solution to its 
actual mass as a function of the quantity of electrolyte 
present in the solution. The Debye-Huckel theory will 
be discussed later, but the idea of an ionie atmosphere 
surrounding each ion in a dilute solution is today almost 
universally accepted as valid. A similar electrostatic 
attraction will exist between an ion and a dipolar 
neutral molecule, although the effect is secondary or 
4 
tertiary in magnitude. 
The ahoTe discussion is not entirely true, for in 
solvents of low dielectric a minimum equivalent conduct 
4 
anee is sometimes observed at a particular concentration* 
Bjerrum®, and later Fuoss and Kraus®, e^lained such 
anoiaalies by the existence of ion pairs and triplets 
caused by electrostatic interaction. The concentrations 
of these pairs and triplets are dependent upon the sum 
of t2ie radii of the ions and upon the dielectric of the 
solvent. Water has such a hi^ dielectric that any ion 
pairs or triplets are negligible in quantity. 
r§ 
Polissar considers a molecule or ion to be sur» 
rounded by approximately twelve closest-packed solvent 
molecules or oppositely charged ions. This cage consti-^ 
tutes a potential barrier, and the central particle must 
possess energy of the order of magnitude of five 
kcal/mole to pass the boundary. The mean diameter of 
the cage has been estimated at about 10* cm for its 
highest value^e cage model of liquids and solutions, 
although intriguing, has not been widely accepted. 
The ionic atmospbere has a loose, electrostatic 
structure with no stable configuration, but there is 
often a tendenoy for the anion to so closely approach the 
5 
o&tlon and interact vd.tli it that it proves advantageous 
and even necessary to consider them as an intimate com­
bination. Eiis combination is termed a complex and 
acts as a single entity with innate properties which 
differ from the sum of the individual properties of the 
components. The three criteria which distingui^ 
between an anion in the ionic atmosphere and one vi^ich 
can be considered as complezed to the cation can imme­
diately be inferred as: 1) closer Juxtaposition, 2} 
stable configuration (if a multimolecular combination), 
and 3) subsequent properties which differ frcoa the sum 
of the components. The first two criteria are requijred 
of chemical bonding, a state which caxtnot be directly 
measured or calculated under the circumstances, and can 
only be indirectly inferred^ after the existence of the 
complex is confirmed. The third criterion is likewise 
a direct result of chemical bonding and, therefore, not 
independent of the first two requirements, but if this 
difference in properties is macroscopically measureable 
and can be correlated, more or less exactly, to the 
microscopic conditions which prevail, then these meas-
ureiBfints and their correlation are precisely what our 
attention must be focused upon. 
6 
(SHERAL OBSERVATIONS 
We have seen that a metal ion In aqueous solution 
often forms complexes with anions, but complexlng also 
takes place between a much wider variety of molecular 
and ionic species than has been indicated, e.g., 
sncxg ^ ci- ~ SDCI^ 
+ NHg • CuCNHgF^ 
Denoting the metal ion as M and the species to which it 
complexes as A, the complex may be written as MA^^, where, 
for convenience, valences are ignored. 
It may be observed that the various species, complex 
or otherwise, in solution are in e<iuilibrium, and the 
proportions of species may be related by an equilibrium 
constant, where 
1 1 1  
^ - CilAo-l)UI 
Where the parentheses indicate actml molar concentrations 
of the indicated species» 
Two subjeets must now be discussed, for they are 
relevant to equation (1). First, complexing has been 
observed with such a wide variety of anions that it has 
become eustomary to assume that water molecules are also 
7 
chemioally bonded to the metal ion in aooordance with the 
observed oaximom eomplexing power of M. This coordination 
of water has actually been observed for the hexaaquo-
complexed trivalent ions of the iron group, cobalt 
and chromium Purportedly, the hexaaquo complexes 
of magnesium^^ and calcium^^ also exist* Thus, the essen­
tially constant concentration of water should enter into 
(1), it is customary to include that term in k^. The ques­
tion of whether alkali metal and the alkaline earth ions 
chemically complex with water is still undecided, but since 
in the crystalline state these ions are usually only elec­
trostatically* bonded to anions, it seems most probable 
that the ions exert only a similar attraction on the solvent 
and undergo no definite chemical bonding. An unsuccessful 
attempt^^ was made to distinguish by dialysis between the 
chemically bound, and the more loosely bound hydrated, 
water moleciiles. 
Second, and more important, it has been noticed that 
the properties of an ion or molecule in solution are 
affected by the presence of other ions in the solution 
through the nature of the ionic atmosphere* The intrin­
sic tendency of to complex with A is a function 
of its effective, rather than actual, concentration, 
*In this paper the term electrostatic interaction is 
used to denote a classical electrostatic interaction* 
8 
aad the effective molar concentration or activity, a, 
of e species may he defined as: 
where f is called the activity coefficient and e is the 
aotual molar concentration of the species* At infinite 
dilution ion atmosphere effects vani^ and effective and 
actual concentrations may be considered identical. Thus, 
f can further he defined as: 
The Debye-Huckel theory t^ntitatively related 
effective and actual concentrations by eonsidaring the 
work against electrostatic attraction involved in diluting 
a solution* After considerable approximations which are 
valid only in very dilute solution, the theoretical value 
of the activity coefficient was calculated to be: 
idiere the ionio strength is a measure of the electro­
static effeet of ions in the solution on the activity 
coefficient* This formula has been found to hold for 
concentrations less than 0.01 molar, while various exten­
sions of the theory are valid in more concentrated 
IS 
solutions. Empirical etuations such as : 
a = f c (2) 
(3} 
- log s 0.51-zf (4) 
9 
- Xog = 0,51' " c) (5) iJT 
ifjL 
liold ^  toyu, = 0»1> where is the mean actiTity coeffi­
cient and C ~ 0.20 and varies from salt to salt. 
Utilizing the concept of actiTity, the means are now 
at hand for eliminating salt effects on the eqioilibrium 
in (l), for the substitution of (£) in (1) gives: 
MAja 
where is a true, or thermodyaamic, constant for the 
various i^eeies, and is termed the concentration con­
stant. fhe activity coefficients may be calculated, e.g., 
(4) or (5), i4ien liie solution is sufficiently dilute, 
thus for sparingly soluble salts. When more concentrated 
solutions are required by the nature of the experiment, 
may be determined as a function of the ionic strength 
and extrapolated to zero salt concentration to evaluate 
the true constant; 
log ^ 
Eqii^tion (8} demonstrates the course of such an extra­
polation and it is obviously advantageous to measxire 
In solutions as dilute as possible to simultaneously 
10 
reduce the extrapolation and approach the region where 
the assumptions are less drastic. It is evident that 
if A is a neutral molecule, the extrapolation should be 
of zero slope, and such a slope is observed with neutral 
A in dilute solutions. 
Having found a property, ItQ, which depends only on 
the intrinsic properties of the various species in solu­
tion and the relation of these species to their aqueous 
environment, it should prove enlightening to investigate 
the magnitudes of these constants, and, if possible, 
draw conclusions as to cause and effect. 
Kossel (1916), and later Fajans, theorized that the 
formation of complexes was entirely determined by classi­
cal electrostatic interaction which existed between metal 
ions and anions, considering both as charged spheres. The 
existence of complexes such as SnCOl)' does not neces­
sarily disprove an electrostatic interaction, for attrac­
tion between dipoles, either permanent or induced, could 
account for interaction between two negatively charged 
or neutral species. Such complexes as the ferric or 
aluminum (III) fluorides are partially explained on such 
grounds, but more general con^arisons to experiment have 
reduced the classical electrostatic attraction theory to 
obsolescence, although it is no doubt true that electro­
11 
statics plays some role in the stability of complexes, 
16 
N. BJerrum has calculated the electrostatic effect be­
tween ions considered as spheres on the ratio of to 
kn^l as: 
log - 0.434 (9) 
kn-i kT 
where simple coulombic interaction be­
tween two charged particles* The expression for electro­
static attraction has been further extended by others^ 
but the results are largely empirical and are therefore 
considered inadequate. 
N. BJerrum also developed the statistical effect on 
the ratios of the two constants. If N is the maximum value 
of n for the complex and assuming that the N positions 
are uniform with respect to energy, the probability that 
splits off an A is proportional to n, and the probabil­
ity that it takes up an A is proportional to N-n. The N 
consecutive constants are therefore proportional to 
H a L * » » » > *  S — f l i , .  > . ,  8  t  A n d  
1 2  n n-1 N-1 N  
^ (10) 
Bjerram extends this treatment to include non-uniform 
bondli^. For a dl-hydrogen acid, with the two hydrogens 
bound with different strengths, ^  m (o-l)^. where q is 
how many times more readily one rather than the other acid 
12 
hydrogen is split off. 
The simple statistical treatment is valuable in that 
a clue is given to the uniformity of the bonding. For the 
cuprio aimmines, {Cu(IIEg)^^, n z. 1,2,3,4, and 5)» the first 
four are in the ratios of approximately 4, 3/8, 1» 
2/3, 1/4, thus indicating that the first four ammonia mol­
ecules are similarly bound to the cupric ion, but the 
fifth oompleied ammonia is apparently much more weakly 
bonded. 
Since the magnitudes of cem be completely explained 
by neither electrostatic nor statistical grounds, or a 
combination thereof, Bjerrum then turns to utoat he calls 
the ligand effect, the mutual influence of the ligands 
taken up and the influence on the forces binding the 
ligands to the central group. A combination of statis­
tical, electrostatic, and ligand deliberations still 
proved unsatisfactory to account for the magnitudes of k^^. 
It has been stated previously that the M-A bond is 
strictly chemical in nature. A quantitative investigation of 
the nature of bonding is quite outside the realm of this 
paper, but it may be said, with more or less exactness, 
that the presence of electrons in orbitals mutually com­
patible to the juxtaposition of H and A results in a MA 
13 
oombinatioa Kitoich has previously been termed a complex. 
The mutual compatibility is obviously the key to chemical 
bonding, but it is equally obvious that the words are 
descriptive only, and give no insist into the actual 
nattire of the bond* 
Proceeding, however, from such a description, the 
tendency towards complex fornsation must be some function, of 
the electron structure of M and A* The Abegg*>Bodlander 
ptile^® states that the relative electronegativities of M and 
A are of primary importance in discussing the stability of 
the M complexing, and the tendency to complex must as a 
whole Increase with increasing electro-affinity of the 
metal Ion* This rule applies in comparing cadmium and 
mercuric ions, but does not account for the observed sta­
bilities of complexes of metals in the zinc and copper 
groups. Another a priori rule, that the tendency towards 
complex formation decreases with increasing the size of 
the central metal ion, combines electrostatic and electro­
negativity influences and prophesies the complexes of the 
Zn and Ou groups but falls in some other cases. 
The Abegg-Bodlwder rule indicates that there is at 
least a partial electron displacement from ligand to metal, 
and althou^ the rule is not completely satisfactory, it 
14 
is reasonable to pursue such a line of thought to conclu­
sion. Since the transition metals and elements such as 
A1 and SI display considerable complezing, it is not un­
likely that vacant, low-energy orbitals are necessary for 
oomplezing. Also, since the ligand invariably has a free» 
or reasonably free, pair of electrons, it is not immod­
erate to assume, as Sidwiclc does, l^iat the MA bond is a 
coordinate-covalent type, where the ligand contributes 
both electrons to the bond. This view is supported, for 
example, by the stabilities of the cobalt{II} and (III) 
hexammines (See Pauling, reference 9, p. 96). It is 
logical, therefore, to postulate that the stability of a 
MA^ complex per given metal ion M is indicated by the 
availability of a pair of electrons, Lewis basicity, of 
the ligand A. If M is varied with a given A, the stability 
is correlated with the potential availability of a vacant, 
low-energy orbital, Lewis acidity, of M (or MAq). It is 
evident that this hypothesis is consistent with and in­
cludes the rules of the previous paragraph* 
The first postulate qualitatively explains the sli^it 
complexing tendencies of Ions such as HOg, SO^, and par­
ticularly ClOj, for they are comparatively saturated and 
contain relatively firmly bonded electrons which are not 
15 
available for sharing to a metal ion* Cyanide ion, 
kowerer, is quite unsaturated, and forms rery stable 
eomplexes, per Fe(CN)| and Hi(C!ir)|, while P0| is partially 
sat\irated and forms only moderately stable complexes in 
comparison. 
These comments are consistent with respect to metal 
ions, but a Tiewpoint my be taken where the anions which 
display little complexing ability with metal ions do so 
mainly because they are themselves complexed to saturation 
with water molecules. This attitude is consistent with a 
probabl® tendency for the saturated ory-anions to form 
hydrogen bonds with water and is substantiated by a 
19 
reported tetra-aquo perchlorate complex. However, from 
the steindpoint of the Bietal ion, perchlorate is non-
complexing. 
The second postulate, the potential availability of 
a vacant, low-energy orbital of M, is difficult to verify 
even qualitatively dtae to the lack of data, but the k^* s 
of the zinc and cadmium ammines may be compared. The 
Z 6 10 
electronic structure of the zinc ion is ,*.3s 3p 3d and 
10 O A TA 
that of the cadmium ion is .,,3d 4s 4p 4d • The com­
plexing of an ammonia molecule would require placing the 
unshared pair of electrons of the ammonia into a vacant 
16 
orbital of probably an s orbital for botti metal 
ions. Since the filled 5s orbital is of lower energy 
than the filled 4s orbital, the 5s orbital co^lez should 
be the loare stable. The observed stabilities conform to 
such conclusions. The relative stabilities of these 
ammines cannot be explained by electrostatic attracticai, 
for if the crystal radii (Zn^^ c r O.Q?^) 
(See i^uling, reference 9, p. 346J are indicative of the 
actual mean radii of the ions in sqtueous solution, smd 
this will be shown later to be true, the surface charge 
density of Cd^ is less than that for Zn^^ and therefore 
diould be less lia^ble to induce an interaction with the 
dipolar aumonia molecule. 
To accept the previous paragraph at face value would 
indeed be a paragon of naiveness for several reasons. 
First, cadmium ion apparently coordinates six ammonia mol­
ecules and zinc ion only coordinates four^®, whereas 
equal raaximum coordination should be observed. If steric 
hinderance alone prevents zinc from coii5)lexing more than 
four ammonia molectiles, the above deliberations are in­
sufficient, Second, the B»tal ions are very probably 
coordinated to water molecules, and it would be more proper 
to consider the energy difference between the aquo and 
17 
ammine coiaplezes» rather than between the metal ions 
alone and the ammlne complexes. Thirds solvation energies 
cannot be ignored. And fourth, the propriety of speaking 
of orbitals as such is, ipso facto, questionable. An in­
vestigation of the relation of available orbitals to sta-
9 bility of the ooa^lez has been pursued by Pauling , and 
qualitative answers have resulted, A ooi^lete description 
of the energetics of the system offers insight into the 
problem, for systems tend to decrease in energy, but this 
description is attainable at the present time only by 
quantum mechanics and requires mathematical tools which 
have not yet been devised. 
In general, the various theories which have been out­
lined are attempts to approximate a coB^lete energetic 
treatment ot the system, but vdiile they appear in some 
instances to predict the correct stabilities, as often as 
not the predications are incorrect. Combinations of 
theories give predictions more of tea correct, but a gen­
eral theory of stability remains to be conceived. 
Meanwhile, certain empirical rules have been formu­
lated, One rule which appears to be quite useful is: 
the hi^^er oxidation states of metal ions form the 
stronger cooplexes. This is probably due to the greater 
18 
Charge and greater afailability of orbitals ija. the higgler 
oiidatioii state. A purely empirieal rule for stabilities 
21 
was formulated by Sidgwlet , who obserred that if the 
ligands can be considered as uniformly bound to the cen­
tral ion, then Talues of the expression 
I log k t log 55 (11) 
for G8F-, HEg, and pyridine as ligands are approximately 
in the ratio of 1»7:1:0»6 respectively. The q^anti^ Ic 
in equation (11) is the mean of thus !t 
and Z is the characteristic maximum coordination number 
of the metal ion» The term log 55 arises from the sep­
aration of the water activity factor from Ic^. This method 
can be utilized to estimate e(|uillbrium constants vdiich 
have not been msasured or are difficult to determine. 
19 
HETAL CQMDPLEXES AND THERMODYNAMICS 
Attempts to explain the tendencies of metal Ions 
toward complezing proved generally unproductive from the 
microsoopio viewpoint and finally appeared to he futile, 
expeoially in view of the interaction of the ions with 
the environment. It is now proposed that the maoroseopio, 
or thermodynamie, viewpoint he investigated, for thermo­
dynamics offers several conceptual, extensive quantities 
which may then be identified to the average microscopic 
physical situation. 
Thermodynamics concerns itself with differences in 
properties, thus, the difference in properties of the 
system (MAQ)aq and the original system (ltAj|.x)aq ®*^^>aq* 
One property, the ability to do work (other than pressure-
volume work), should certainly differ between the two 
systems, for the chemical energies, defined as the ability 
to do adiabatic work, of the two systems differ, and like­
wise the hydrations of the two systems differ, since 
hydration expends energy and therefore dees work. The 
extensive thermodynamic quantity free energy, F, has been 
correlated to the available work in a chemioal change 
(isothermally at constant i^ressure) in a system, and the 
20 
decrease In free energy of the system Is equal to the work 
available in that change: 
AP = -w (12) 
If the change in free energy between two given states is 
negative« the process towards the state having lower free 
energy content proceeds spontaneously! although nothing 
can be said about the rate of the process. For an equi­
librium system, the concept of free energy is particularly 
useful in that it can be precisely determined by the activ­
ities of the reactants and products, combined with a knowl­
edge of the activities of the species when equilibrium 
is established. 
If it is desired that the product, be formed at 
unit activity from reactants, MAq.x and A, initially at 
unit activity, the change in free energy is given by 
- AF® « RTlnkn (13) 
where aF° is the standard free energy change at tempera­
ture T of the replacement of a water molecule a ligand 
molecule. 
Free energies are measureable by several different 
methods, and a determination of thus evaluates the 
magnitude of k^^. The additivity of free energies of 
21 
reactions (and therefore the addltlvity of the reactions) 
considerably enhances one's ability to determine 
Finally, a free energy change is related to other thermo* 
dynamic changes which can be corresponded, more or lees 
directly, to the microscopic viewpoint. For an isothermal, 
constant pressure process: 
aF® 5 - T AB® (14) 
« /JE® + P aV® - T-AS® (15) 
A change in free energy therefore is composed of a 
change in energy, volume, and entropy* Energy signifies 
the total ability to do adiabatic work, and includes 
translational, rotational, and vibrational energies of 
the molecules, any energy of the molecules due to their 
position in a force field, such as gravitation, and the 
energies of the electrons and nuclei themselves, per the 
Einstein equation. Since most of these quantities do not 
change appreciably during a chemical reaction, aE is largely 
eoncerned with changes in chemical energies due to the 
breaking of a bond or its formation* 
The P-^V term usually proves to be neglible, and 
therefore is of little interest to us, but the change in 
entropy in a chemical reaction is of prime importance* 
Spontaneous processes which are accompanied by an increase 
22 
in entropy likewise show an increased randomness, or 
disorder, and the association of the entropy ot a system 
with its degree of disorder was completed by means of sta­
tistical mechanics. Thus, increasing the disorder of a 
system also increases its entropy, and vice versa; and the 
dispersion of the solute in a solution increases the entropy 
of the system originally composed of the two separate 
phases, ^fdration also influences the entropy change, and 
therefore AF® and of a system, for the ordering of the 
water molecules around ions gives an aqueous solution less 
entropy than it would have had if the order were not pres­
ent, and the formation of from M& , and A will In-
* a n-i 
elude a change in the hydration characteristics and there­
fore an entropy change* 
It is evident that the magnitude of of an equilib­
rium system is influenced not only by energy changes, which 
includes the chemical bonding and electrostatic interaction 
with the environment, but also by the entropy change» which 
Is Independent of energy considerations and was previously 
unnoticed. %e chemical bond energy changes have been dis­
cussed, but their precise relation^ip to were not then 
apparent. It was observed that the science of these changes 
were largely empirical and would probably remain as such. 
The ion-environment interaction, however, has proved more 
amenable to study. An absolute method for determining 
23 
pp 
ionic entropies was devised by Latimer and oo-workers«^^ 
The free energy of the ion-environment interaction can be 
obtained by subtracting from the free energy of the ion 
in solution the free energy of the gaseous ion. Utilizing 
various thermochemical data and the Sackur equation for 
gaseous ion entropies, the heat of ion-environment inter­
action can be obtained, and therefore the entropy of 
interaction can be calculated. The entropies of hydration 
were calculated for the alkali metal ions and for the 
halide ions. All entropies proved to be negative, and such 
would be expected from the increased ordering in the re­
action The values steadily increased towards 
zero with increasing radius of the ion, and such a trend 
would again be expected since a larger radius signifies 
a lesser surface charge density and a lesser aptitude 
for inducing order. 
If a theory were now developed which would relate 
the probable ordering of water molecules around metal 
ions as a function of the ionic radius, a means would be 
presented for evaluating the average physical situation 
in the neighborhood of metal ions. Such calculations 
were performed for water in ice by Pauling (See reference 
p* 77}* Proceeding from this base point, entropies 
of the ion-atmosphere could be calculated, and the actual 
24 
average ptaysleal system could begin to be elucidated on 
a microscopic scale. 
One step in this direction has already been taken* 
23 
The free energy of solution was calculated by Born, 
considering ions as charged spheres, to be given by 
A^iiydr, ~ (1 - (16) 
where is the actual radius of the ion in the aqueous 
solution and D the dielectric of the solvent, in this 
case water. Latimer obtained close agreement between 
experimental data and (16), if for r^ 0.85^ were added 
to the crystal radii of positive ions and l.OO^ added to 
those for anions. Since r^ is closely related to the 
distance from the center of the ion to the pole of the 
nearest water molecule, indications are that the ion is 
located in a hole in the water. This model is closely 
similar to the cage model for solutions. Equation (16) 
24 has been extended by Yatsimirskii, who obtained ionic 
entropy values slightly higher than those of Latimer. Zt 
25 is interesting to note that Latimer originally used (16) 
as a measure of the chemioal energy of hydration and con­
cluded that the radii of ions in aqueous solution are 
identical with crystal radii* Another interesting fea­
ture of this problem is that the chemical energy of 
25 
hydration often cannot be approximated by the heat of 
hydration, or, in other words, electro-compreeeion work 
Qa 
is sometimes appreciable in magnitude. ^  
It is now proposed that a retiu'n to the quantity 
be made, for although the existence of aqueous complex 
species have been recognized for some time, quantitative 
estimations of the proportions of the species have often 
been erroneous, due to confusion about ionic strength and 
the numbers of complexed ligands. In fact, only recently 
has any large amount of attention been given to the values 
of k^ rather than the gross equilibrium constant or 
k^kg...k]|. This earlier attitude tends to ignore the 
quantities of lesser complexed species, although it is 
mechanistically impossible for MAjf to exist without some 
€unount of lesser complexed species i^esent at least momen­
tarily. From a thermodynamic point of view, the relative 
proportions of the complexes are merely functions of their 
free energy content, and if only one species is present 
in large amounts in the solution, this only means that its 
free energy content is much less than that of other complex 
species. Similarly, thermodynamics immediately implies 
equilibrium, and the existence of MAj{ implies an equilibrium 
of with and A, although the concentrations of 
the latter may be small compared to MAjj, The question 
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is therefore one of degree of stability, or relative 
magnitudes in free energy content. 
Exact determinations of the magnitudes of would 
therefore increase one's knowledge of aqueous chemistry. 
Also, this determination should facilitate a theoretical 
treatment of the problem, for any empirical observation 
can be explained, with more or less propriety, on theo­
retical or Judicious grounds* 
It is immediately evident that gross analytical 
methods which disturb the equilibrium are useless to 
determine 
Perhaps the most versatile method of measuring k^ 
without perturbing the system is the indirect thermodynamic 
technique which utilizes the free energy relation to the 
equilibrium constant, and the most accurate way to measure 
this free energy change is by its relation to the equilib­
rium potential of a reversible electromotive cell: 
-AF = nP'E (17) 
where E is the potential of a reversible cell, F* is 
Faraday's constant, and n is here the number of electrons 
exchanged in the isobario, isothermal electrode process. 
27 
DETEBMINATION OF STANNOUS CHLORXDS 
EQUILIBRIUM CONSTANTS 
Introduction 
Consider two half cells each composed of a metal 
electrode immersed in a solution one containing the 
metal ion M and the other complex MAq. If these two half 
cells were opposed, the electrical energy produced by 
the passage of one faraday is F*S, and would depend on 
the states of the metal ion in the two solutions. The 
sources of free energy change, thus E, are three in number. 
First, if the metal or the metal amalgam electrodes are at 
different activities, the transfer of a quantity of from 
one activity to another results in a free energy change. 
Second, if the metals or their amalgams are at equal activi­
ty, but the aqueous activities of M differ, a similar trans­
fer likewise results in a free energy change. And third, the 
Junction between the two aqueous solutions often results in 
an appreciable ^ F, and therefore S, or liquid Junction 
potential. Ignoring the third source of ziiF for the pre­
sent, if both metal electrode activities are the same, the 
potential of a concentration cell containing different 
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a^^'s la given by the Nernet equation aat 
E = i:Mln^5il (18) 
aMj 
vhere la the activity of M in half cell I, a^^^ that 
in half cell II, and the aign readily deduced from the 
greater tendency of the more active aolutlon to plate out 
for, in acGordance with convention, it will give the 
more poaitive electrode. 
Squatlon (18) preciaely relatea the aotivitiea of M 
in the two half eella, and if meaaurea are taken to enaure 
equal ionic atrengtha for the half cella, the equation will 
relate the diaparity in metal ion activity which can be 
attributed to oomplezing. 
The atannoua chloride complexea and their mutual equi~ 
libriuma prove to be a ayatem to which equation (18) la 
applicable* An exact determination of the concentration 
Constanta of the apeciea would prove uaeful, for atannoua 
ion la a favorite mild reducing agent and often a knowledge 
of the nature of the apeciea in a chloride aolutlon would 
prove valuable. Thla knowledge would alao be uaeful in a 
atudy of the chloride corroaion of metallic tin. 
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Review of Literature 
The stabilities of the stamious chloride complexes 
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were originally detemined by Prytz as follows: 
Sn^^ f CI- s SnCl^, Ic^ = 3E 
SnGl^ + CI- = SnClo, ko =5.5 
(19) 
SnClg + Cl- = SnOlg, kg z 0.6 
SaClg i Cl- = SnCl|, = 0»3 
Els procedure consisted of the i&easurement of the potential 
of a half cell composed of an unamatlgan^ted tin electrode 
In a solution containing stannous and chloride ions. Fran, 
the observed potential of the cell, its E® (unit activities), 
and the stannous and chloride activities, calculated by the 
Qebye-Eiickel equations, the four constants were evaluated. 
This work is of questionable value because of the very 
probable variation in free energy of the surface of the 
metal electrode due to the presence of physical strains aind 
because of the us© of the Debye-Huckel theory for solutions 
of ionic strength far above that for which the theory was 
originally derived and has been found to be applicable. 
Also, the standard electrode potential of the Sn^^-Sn^^ 
couple is difficult to determine eiactly, and Prytz did not 
take hydrolysis of tin(II) into account. 
30 
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A later reference contributed only a qualitative 
statement to the effect that stannous Ion complexes with 
chloride Ion. 
The stability of a mono'-hydroxyl complex of tln(Il) 
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was measured by Gorman: 
Sn^I + HgO a SnOHl ^ » 0.02 (20) 
The nature of the complex si>ecles of tln(Il) Is therefore 
a function of the acid strength of the solution even If 
complexlng anions were absent. 
Theory 
It has been noticed that the e.m.f. of a concentration 
cell may be a measure of the change In activity of a metal 
ion which can be attributed to complexlng, if equal ionic 
strengths are maintained in both half cells. The slight 
tendency of perohlorate ion towards complexlng has already 
been mentioned, and, in fact, no metal perohlorate com­
plexes have been observed. Smith and Goets^^ found that 
the potential of the Ce(IV)-Ce(ZII) couple sharply varied 
with perchloric acid concentration, but this variation is 
more reasonably explained by variable aquo-complexes 
rather than perohlorate complexes. 
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Thle non-complexlng of perohlorate Ion provides a 
means of maintaining an appreciable constant Ionic strength 
without fear of con^lexes being formed, and It also offers 
a convenient base point for equation (18), for S evaluated 
as a function of the concentration of oomplezlng llgand 
will be shown to also evaluate the magnitudes of 
If half cell Z contains only perohlorate as the anion, 
the activity of M In I Is directly proportional (equation 
(2)} to Its total formal molar concentration, or 
aw a • TM (21) 
But If half cell II contains a complexlng llgand A, to­
gether with sufficient perohlorate to give both solutions 
equal Ionic strength, complexlng will occur, and the actual 
activity of M will vary with the amount of A present In the 
solution, although Its activity coefficient, solely a 
function of the total amount of Ions present, will remain 
Identical with that in cell I* If % ia equal In both 
half cells, then 
TMJ « TMJJ = (M)total = + ... + (HAQ) i- ... 
+ (MAjj) (22) 
If the uncomplexed llgand concentration, (A), Is much 
greater than the eoneentration of llgand which Is present 
In the complex speeles, then 
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(A) = (23j 
Since, 
(24) 
an evaluation of (H)jj as a function of gives 
(M)ii s (25) 
1 t k-T^ • 4k|T| t 
The substitution of (21) and (25) in (18) allows a cancel 
lation of activity coefficients and 
An empirical determination of the curve obtained from a 
plot of equation (26) allows an estimation of for that 
particular ionic strength. 
The problem of liquid Junction potentials, long a 
thorn to eleotrochemists, will now be discussed, and a 
rationalization presented for the omission of this potential 
from (26). Since the cell under consideration consists of 
two solutions of different concentrations, a direct Joining 
of the two solutions would produce an electrolyte-electrolyte 
boundary or Junction of variable thiokness. Across such a 
Junction there is a diffusion of electrolytes from the 
solution of higher concentration to that of lower concen­
tration, and since different ions have different mobilities 
a steady state is finally reached in which solutions will 
(26) 
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beoome oppositely eharged and a potential results* The 
magnitude of this Junction potential is aecordingly a 
funotion of the ionic mobilities and cannot be measured 
directly, although it has been theoretically calculated 
32 for a uni-uniralent salt by Henderson, and for the more 
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general case by Gummings. Attempts have been made to 
eliminate the Junction potential by use of saturated KCl 
or NH^NO^ salt bridges, for the mobilities of the cation 
and anion of these salts are almost equal, and the Junc> 
tion potential is therefore reduced to a few milliyolts 
which is usually neglected. 
For a concentration cell containing equal concentra­
tions of all ions in both half cells, diffusions are equal 
in both cells and no overall Junction potential results. 
A commendable virtue of the experimental method previously 
outlined is that perchlorate ions are essentially uniformly 
replaced by ligands, and if the ligand has approximately 
the same mobility as perchlorate ion, the diffusional 
characteristics of the two cells remain almost the same. 
Any Junction potential which remains after using the salt 
bridge may be considered as negligible. 
Pour inherent limitations qualify use of the experi­
mental technique as outlined. First, M must participate in 
a reversible electrode process; second, N, the maximum 
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number of eomplexed Uganda, muet not be too large or the 
mathematical form of (26) becomes too non-unique to allow 
an accurate determination of for large n; third, the 
magnitudes of must be neither too large nor too small; 
and fourth, since ionic strength is usually maintained at 
a high value, unless the activity coefficients of the species 
are independently known, the thermodynamic constants k^ 
cannot be determined. Another semi-limitation exists: if 
N is not previously known, the polynomial nature of (26) 
limits its usefulness to determine If if it is greater than 
three since cubic and quartic polynomials are not suffi­
ciently dissimilar in their lower ranges to allow a dis­
tinction between them by an experimental curve. 
Experimental 
The potential of a concentration cell composed of 
two Sn^-Sn^^ half cells was measured. The total concen­
tration of tin(II), Tgj^II, was identical in both half cells, 
but one half cell, I, contained only perchlorate and vary­
ing concentrations of chloride ion. Since hydroxyl oom-
plexes of stannous tin exist, a constant hydrogen ion 
concentration was maintained and was equal in both half 
cells. A constant ionic strength was also maintained. The 
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electrodes were tin amalgam of e(iual tin concentration. 
Thus, the system under consideration is: 
since the tin activities are equal in both amalgams and 
Junction potentials are assumed eliminated by a NH^NOg 
salt bridge. 
The assumption of elimination of junction potentials 
follows from a comparison of the limiting conductances of 
perchlorate and chloride ions, Ao " 68.0, 76.3, respectively, 
and, for comparison, «t 73.5.®'^ Since the limiting 
conductance of an ion can be related to its mobility, it 
may be inferred that the replacing of perchlorate by chlo­
ride does not produce an appreciable junction potential, 
especially when a salt bridge is used. 
Since the stannous concentration was initially only 
0.005M and decreased with, increasing chloride concentration 
because of dilution, the assumption that the free chloride 
concentration is identical with the total, or formal, chlo­
ride concentration is well founded. Such species as 
a «4 
SnCCDg and SntCDg are not included in this treatment 
Sn?,T ». Snp (Hg)* *^1 
13ie only source of potential is: 
•sng 




since there is no evidence for their existence. Since a 
considerable acid concentration is maintained in the cells, 
the concentration of the hydroxylated stannous species can 
be calculated to be negligible. Therefore, from equation 
(26) ,  
f 1 t ATOI. + Bill- + 0-^ .^ + (as) 
where 
A s fej. 
(£9) 
Reagent grade chem.icals were used in this experiment. 
Sodium perchlorate was made by the neutralization of HCIO4 
with NaipB, 
The Sn(G10^)g was standarized against CeCClO^)^, which 
was previously standardized by ferrous ammonium sulfate. 
Any original stannic tin impurities in the stannous per­
chlorate were assumed to have a negligible effect since 
the stannous concentrations were anall. The acids were 
standardized against weighed KagCOg, and the NaCl solution 
prepared from weighed NaCl which had been dried. 
The acids were adjusted to equal concentrations, and 
similarly for the salt solutions. The amalgam was made 
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by dissolving approximately one gram of tin in 100 ml. of 
mercury. The activity of the tin in the amalgam, being 
equal in both half cells, is immaterial for our purposes* 
Equal volumes of a solution in which (H^) = E,00 and 
c 0.005 withyii r 2.03 were added to the half cells 
and the potential of the system measured. In every case 
the original potential was within 0,3 millivolts of the 
correct potential of zero. Then acids, salts, and water 
were added to the cells, perchlorates in one cell and 
perchlorates and chlorides in the other, in the appropriate 
quantities as determined by the desired chloride concen­
tration and the constraints of constant and ionic 
strength. The required equality in concentration of the 
stock acid and salt solutions and initial electrode solu-
tion enabled constant (H ),ya , and to be maintained 
in both cells while (CI") was changed in cell II. !niis 
dilution lowered the total stannous concentrations in both 
cells from their original values, but at any time the 
total volumes in the cells were equal, and therefore the 
total tin{II) concentrations were identical. This pro­
cedure required that the partial molar volumes of the two 
acids, and likewise the two salts, be equal, and within 
the limits of this experiment the condition can be as- ^ 
sumed satisfied. 
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The facility of the experimental method follows from 
the equalities in concentrations indicated above. The 
mathematics of the dilution are easily developed and there­
fore will only be briefly indicated. Choosing a desired 
increment in chloride concentration» a series of equations 
may be set up according to the required constraints of 
constant constant ionic strength, chloride concen­
tration, and volume additivity* These equations are homo­
geneous in the first order. Since all variables, the 
volumes of acid, salt, and water, do not occur in all 
equations, they may be solved for with no great difficulty. 
A salt bridge made of a three per cent agar solution 
saturated with ammonium nitrate was used. With a saturated 
KCl bridge, a potential drift was observed, for some chlo­
ride necessarily diffuses into the body of solution. Ite 
lack of drift with the ammonium nitrate bridge allowed the 
elimination from consideration of stannous nitrate com­
plexes. 
An inert atmosphere of nitrogen was maintained throu^-
out the cell system to prevent air oxidation of the stannous 
tin. F!resh solutions of stannous perchlcrate weire prepared 
each day. All potentiometrie measurements were made with 
a Leeds and Northrup Student Type Potentiometer. Precision 
was maintained to t 0.4 mv. Temperature was held constant 
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to 25.0 ± 0.1®C, 
Results and Dlsousslon 
The results of this experiment are given In Table 2. 
Values for E are the average of three determinations. The 
data In Table 1 were plotted. Figure 1, and the best curve 
was drawn through the experimental points. Figure 1 cor-< 
responds to equation (28), and the tolerances Indicate the 
effect of the probable error In E» 
Sue to the unwleldlness of a fourth order determinant, 
A, or Is best found by taking the limiting slope of the 
curve at T^-j^- = 0 by the plane surface mirror method. With 
A known, three values for with their cerrespending Tc;!^ " 
values were taken, and solution of the resulting third 
order determinant for B, C, and X) enabled evaluation of 
k|, k^, and k^ from (29)• A direct solution of the fourth 
order determinant was found to offer fewer significant 
figures In k^* The following values for the equilibrium 
constants were obtained at AI = 2.03: 
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Table 1, S as a function of ^ci-




85,0 t 0.1°C 




0 0 1 
0,010 0,0015 1,12 
0,030 0,0043 1,40 
0,05 0 0,0068 1,69 
0,080 0.0105 a.23 
0,100 0,0129 2,74 
0,130 0,0156 3.38 
0,160 0.0189 4.40 
0.200 0.0222 5.72 
0,250 0,0862 7,75 
0,300 0,0296 10.1 
0,350 0,0327 18.9 
0,400 0,0356 16.1 
0.450 0,0382 19,9 
0.500 0.0404 24.0 
0.550 0.0428 28,3 
0,600 0,0451 33,8 
0,650 0,0478 39,5 
0,700 0,0498 46,5 
0,750 0,0507 53,0 
0,800 0,0528 61,3 
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Tcr 
Fig, 1. Variation off with £ = e^cp (-S/0.0138). 
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kj[ s 11.3 ± 0.2 
= 6.1 t 0,2 
kj = 0.24 ± 0.005 (30) 
= 1.0 t 0.4 
The Inereaeing probable error in (30) resulted from the 
polynomial oharaoter of TQ^^- in (28) and the exponential 
nature of 6 , although the precision of E was maintained 
throughout. These probable errors were calculated from 
the probable error in k| together with values from best 
curves dravn through the extremities of the tolerances. 
The values of k* in (30) generally correspond to those of 
Pryts for ju.z o when allowance is made for trends in 
activity coefficients, but it is believed that k^ in 
(30) was the more accurately determined. 
The relative proportions of species in an acidic 
stannous chloride solution of yU = 2.03 can be calculated 
by the following eqtiations, assuming (CI-) = 
(8n") = 
(SnCl^) = (Sn") • TQ^^ • k^ 
(SnClg) - (Sn ) * TQJ .^ * ^^ 2 
(SnClg) = (Sn^^) • T®^_ * 
(SnClJ) = (Sn^^) • T^^- • 
43 
Kiese proportions are shown in Figure 2. 
Summary 
A general method was outlined for evaluating coneen-
tration equilibrium constants of eomplez ions when the 
parent positive ion participates in a reversible electrode 
reaction*. This method was utilized to determine the equi­
librium constants of the stannous chloride species at an 
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Flg. 2» Per cent of ionic species in a stannous chloride 
solution, assuming excess chloride. Vertical 
distances between ourves denote per cent of 
tin(II) present ae the indicated epeoies. 
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METAL COMPLEXES AND KINETICS 
Up to this point our attention has been theraodynam* 
leally focused upon equilibrium systems composed of aqueous 
metal complexes and their products* Since thermodynamics 
is concerned only with net changes in properties between 
stateS;, it can say nothing about the mechanisms of such 
changes. It is now proposed that the mechanistios or 
kinetics of these changes when applied to aqueous metal 
ions and their complexes be investigated. 
The reactions involved in thermodynamic equilibriums 
between complex species are usually rapid and a relatively 
small free energy of activation for the reaction is con­
cluded, Since the entropy of activation may contribute 
appreciably to the rate if the formation of the activated 
complex requires considerable rearrangement of energy, the 
chemioal energy of activAtida may be quite small but the 
reaction will still be slew. Some equilibriums, however, 
are only slowly established. Among these are the "robust" 
ammines of cobalt, chromium, and platinum. The low value 
for k indicated a considerable free energy of activation* 
The rapidity of the establishment of most complex 
equilibriums have not allowed a study of their kinetics. 
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but reaotlons Involving obange in oxidation state are often 
sufficiently slow so that the mechanism of the reaction 
may be studied. 
Previous to now we have been concerned only with 
thermodyniMiiie and kinetic systems which undergo no gross 
change in oxidation state, but it is obvious that a dis­
cussion of the behavior of metal ions in aqueous solution 
would be quite incomplete if oxidation changes were omitted* 
Indeed, the mechanism of electron exchange is perhaps the 
most interesting facet of the chemistry of metal ions. 
Consider the oxidation-reduction reaction involving 
an exchange of one electron: 
M"® + t 
An electron exchange between the bare, colliding metal ions 
is conceivable, but electrostatic repulsion between the 
ions would tend to oppose this mechanism. Although such a 
possibility should not be considered refuted, it is labeled 
as improbable. Another possible mechanism is the "tunneling" 
of an electron through the free energy barrier which would 
exist between the state of the two metal ions in fairly close 
proximity, but not colliding, and a similar Juxtaposition 
but with the electron transferred to the other metal ion. 
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Another meehanlsffl offers Itself, for the tendencies of 
metal ions to complex and thus lover their free energy^ 
tenders a variety of possible reactants, each of which may 
pursue different reaction paths. The diversity of paths 
due to complexing arises from the increased complexity of 
the complex species over a bare metal ion. If a mechanism 
is observed which involves a complex of one of the metal 
ions in the activated state together with the other metal 
ion in some form, the problem arises as to whether the 
change in oxidation state is actually due to atom transfer 
and whether the name of electron transferis a misnomer. But 
the term oxidation state was not desired to be relevant on 
a microscopic scale, and the question of whether a trivalent 
metal ion complexed to a univalent anion is actually in its 
trivalent oxidation state or in its divalent state and 
complexed to a neutral atom is quite nebulous and will here­
after be ignored as much as proves to be feasible. The con­
vention henceforth will be to attribute to the atoms of a 
complex the oxidation state which they originally had before 
complexing unless evidence proves otherwise. This technique 
is the simplest one and is common |»>ocedure, but it is ad­
mittedly only a bookkeeping device. 
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MECHANISM OP CUdD-CN" REACTION 
Introduction 
Studies of the mechanism of electron transfer have 
demonstrated that complexes often play a pertinent role in 
the oxidation reaction, e»g., Pe(III)-I~,^® Ce(IV)-glycol,®® 
Ce(IV)-Cl-,®''' PedlD-SOg,®® Mn(III)-020j,®^ and numerous 
others, and a possible generalization may he stated: co­
ordination complexes are involved mechanistically as inter­
mediates in homogeneous ionic oxidation-reduction reactions. 
This hypothesis appears to be particularly applicable to 
reactions involving cationic oxidizing agents and anionic 
reducing agents. 
A further point of Interest in connection with coor­
dination intermediates is any relationship which might exist 
between the number of oxidizable anions in the complex and 
the rate of electron transfer. For example, the complex 
I Feig forms ferrous ion much more rapidly than does the 
complex Fel^^, while Mn(CgO^)^ yields manganous ion very 
much more rapidly than does Mn(C204)g. 
The present work examines the Cu(II)-CN'' reaction from 
the points of view outlined above. This reaction is suit­
able for our purposes since the oxidizable anion is such a 
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strong oomplexlng agent tbat if the reaction were found to 
not inyolve an intermediate oonqplex, the postulate of nec­
essary intermediates would have to be discarded. But more 
important, the numerous cyanide complexes of both Cu(I} 
and (11) indicate that in this reaction any relationship 
between the intermediate and its rate of reaction could per~ 
haps be recognized more easily than for other reactions* 
Review of Literature 
• 
TIM experimental procedure required an investigation 
of the literature pertaining to the copper (Z) and (11) 
complexes of ammonia and cyanide* 
The existence of stable blue cupric-ammonia complexes 
is well-knownf and a voluminous literature reports various 
40 
species and various stabilities of the species. Rechler 
and Qauss^^ reported the major constituent of a copper(II)-
ammonia solution as OuCNHg)^^, %>hraim^^ later reported 
di-, tetra-, and pentaammine cupric complexes. Studies with 
AS the glass electrode by J* BJerrum found the species 
TT 
CU(NH^)Q for n equal to 1, 2, S, 4, and 5, and he reports 
their relative stabilities, for solutions one molar in 
ammonium nitrate. BJerrum found no evidence for a hexammine 
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eomplex, even, in liquid ammonia, but the hexammlne has 
44 45 been reported by Kubota and Dey . More recent work by 
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Vosburg and Cooper found only the dl- and tetrammlne com­
plexes« although their variation technique is inseneitive 
to small quantities of complex species. The entire concept 
of chemical cupric-ammine complexes has been questioned by 
various workers^''' who believe the blue color is due to 
physical adsorption of ammonia molecules on colloidal cupric 
hydroxide. The work by BJerrum was chosen to most truly 
represent the oupric-ammonia complex system, partly because 
his experimental technique proved to be the most exacting 
and partly because he supplies values for the equilibrium 
constants at an ionic strength of one, data which later 
proves useful. 
The literature relating to the copper cyanide complexes 
is similarly confusing, but the best evidence reports the 
complex species to be: cupric with two^® and four^ cyanides; 
and cuprous with one^^, two®®>®^»®^, three®^"®^, four®^*®^, 
and flve®^ cyanides. A further reference®® cites Ou(OH)J 
as colorless and OujCugCCN)^ f to be violet in color. This 
latter work used freeting point, vapor pressure, and similar 
methods. The rapidity of the reaction oasts strong doubt 
upon the ability to accurately measure such properties. 
51 
Theory 
The reaction of copper(II) Ydth. cyanide is Icnown to 
produce cyanogen. Postulating "tiiat the reaction proceeds 
through the necessary formation of an intermediate complex, 
a general kinetics equation may he derived. Since coor­
dination equilibria are usually rapidly established, liie 
slow reaction is very likely the disproportionation of the 
intermediate coi^lext 
nA + nB 1 
—» proSuflta (S2) 
Where is the total concentration of A, either oxidant or 
reductant, at time t, k the first order specific rate con­
stant of the disproportionation, the ccmcentration 
of the intermediate complex in equilibrium with A and B, 
oxidant and reductant, auad the coefficients m and n the num­
ber of corresponding atoms in the complex. If K is the 
equilibrium constant of the equilibrium prior to the slow 
reaction, then 
- R « kK(A)®{Bp (33) 
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Also, 
: (A) + •(A„B„) (34) 
: (A) t llll(A)®(B)° (88) 
and similarly for B, If m differs from one, the virtue of 
the following treatment is questionable« due to the oomplex-
ity of the resulting expreselon, but for m equal to one, 
equation (33) becomes 
Zf the reaction is sufficiently slow that B may be admin­
istered in large excess and (B) therefore remain essentially 
constant, equation (36) can be integrated directly. 
If excess B is not allowed, then the nature of the 
denominator determines the form of further substitution. If 
K(B)^ » 1, R is thus only a function of and an integration 
may be made at once. If X(B)° 1, then (B) must be solved 
by the same technique as was (A), and the resulting expres­
sion, though complicated, must be integrated. It is often 
true, however, that K(B)'^ « 1, and in this ease (36) becomes 
- R = kK <37) 
If the quantity of B in the complex species is much less 
than that in the free ion form, then = (B) and 
- R s kK (38) 
which contains known quantities and can be integrated directly. 
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Eqiiation (38) follows directly from (33) if the quantities 
of both A and B in the complex is ne^lgible • 
If more than one intermediate con^lex, were di8-> 
proportionating, then 
and the suiomation can he resolved by the technique indl> 
cated above. 
Ihe ionic strength of the reacting solution should be 
maintained by inert salts to a degree considerably in excess 
of any contributions attributable to the relevant ions, la 
this case the activity coefficients of all species will re­
main constant. 
Reagent grade chemicals were used. Acidified cupric 
chloride stock solution was standardized throu^^ thiosulfate 
against potassium dlchromate with a small quantity of sodium 
carbonate added, and potasslvim cyanide was standardized 
against silver nitrate with the opalescent Iodide end point. 
Concentrated ammonia was cooled to diluted» stand­
ardized against BCl, and thereafter kept in an lee box, as 




made at 0° t 0»1®C, Mtintaiaed by a bath of meltiag ioe in 
a JDewar flask. 
Separate Srlenmeyer flasks containing fifty ml of tke 
desired copper(11) aizmonia solution and a cyanide solution 
appropriate concentration were cooled to equilibrium in 
the ice bath* Fiire ml of the cyanide solution were then 
added to the rapidly shaken copper solution by means of a 
pipette calibrated to give 5,00 t O.E ml by blow delivery, 
five ml portions of the reacting solution were removed by 
ft similarly calibrated pipette at known times and quenched 
in two ml of a solution containing 0»2M zinc nitrate in 
approxixnately lOM ammonia. TTsually ten portions were 
quenched per run* It was shown that the cupric ammine eaei* 
plexes are stable in the presence of ammonical zinc cyanide 
containing an excess of zinc ion. The optical density at 
600 yi of the quenched solution was observed and compared 
against an empirical curve constructed from the optical 
densities of known copper(II) concentrations under identical 
conditions except for the colorless cuprous coB^>lexes« Ihe 
concentration of total cupric copper in the reacting solu­
tion was thus determined^ and the degree of accuracy proved 
satisfactory when coas^ared to other sources of error. Con­
centrations of ot^r ions subsequently cited likewise refer 
to the reacting solution. 
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The Ionic strength of the reacting solution was main­
tained at 1,00 with sodium nitrate. The ammonia TOlutions 
were found to remain sufficiently standard over eighteen 
hours, and the c^^nide solutions for even longer periods* 
A i^parate study was seide to determine the cause of 
the distinct Tiolet color resulting from the addition of 
cyanide to aimioniated cupric copper. The optical density 
at 615 lyuL of the copper-ammonia-cyanide solution was 
measured as a function of time, since it prored to be un­
stable • Extrapolation orer twenty seconds gave the 
extinction at zero tisfis* The aboTe ware length was chosen 
from several fast test spectrums as the approximate max­
imum in the absorption spectrum of the violet species. 
Ionic strength was varied between series of rims. These 
optical measurements were made with a Gary Recording 
Spectrophotometer, Model 12, Serial 15. 
Results and Discussion 
It was noticed that a shift in absorption from blue to 
violet occured when cyanide ion was added to ammonical 
e*q?ric solutions. The effect of varying cyanide ion at con­
stant initial total copper(II), T^^II s 0.00755, on % 
615 MM. was determined and found to be linear in total cya-
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iilde» Figure 3 displays this linearity, together 
with the extinction at infinity, Doo > for con^arison. QlS'' 
regarding any ammonia complezed to the oopper(II)^ the 
relevant equilibrium is 
Cu(C!r)^ "^  , , 
K s —-—S— ^ (40) 
ion^) (cat- F 
If Dq is the absorption of the cupric-cyanide complex, 
t S-'X 
then D q » Cu(CNj^ /k» The absorption at zero time is 
the sum of Dg and lAiere is the absorption which can 
be attributed to 'Qie cupric•'ammonia species* Since 
Dq = Su(NHgJ^/k*, is held constant, and ft large excess 
of ammonia is present so that k* is essentially constant, 
then 
Ho = (| - §,) (Ou^XOIT)' + (41) 
The strai^t line variation of with •Ton- indicates that 
X s 1 and that (Gu^J s Tq^II. Thus, inconsequential amounts 
of copper(II) and therefore cyanide are stored as CuCH^ at 
hi^ ammonia concentrations. Since both cuprio-ammonia ccm-
plexes and cupric-cyanide cong>lexes contribute tmknown 
amounts of absorption to D^, neither k nor E can be deter­
mined from this experiiaent, fhe decrease in slope in Figure 
3 with increasing ionic strength is in accordance with the 
probably decrease in E with increasing ionic strength. The 
rapidity of the reaction limited investigation of this 







Fig. 3. Variation of vdth with constant T^^II s 0.00755, 
oo 
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problem. The literature had previously reported the violet 
color being caused by a Ca[Cu2(^^)8l* species* A kinetic 
treatment of the disappearance of the violet color |>roved 
Inconclusive. 
Stoichiometric studies shoved that four moles of cya­
nide disappear from the reacting system for every mole of 
copper reduced^ whereas only one mole of cyanide Is oxi­
dized, or 2 Ou^^ + 8CN~ = 2Cu(GN)J f (CH)2, in contradiction 
to work^ showing cyanate ion as product* Cyanogen was 
found to hydrolyze slowly compared to the rate of the oxi­
dation reaction, and cyanide as a hydrolysis product there­
fore does not re-enter into the kinetics of the reaction. 
The investigation of the disappearance of total 
copper(II) with time was then undertaken. This change in 
total cuprio copper proved not to have a simple first or 
second order dependence upon T(1^II. The rapidity of the 
reaction placed an upper limit upon the initial cyanide con­
centrations so that it oould not be considered to remain 
constant, while the uialytioal method placed a practical 
lower limit on initial copper concentrations. Figure 4 
indicates the course of the reaction and also indicates 
the stringent limitations placed upon variations in initial 
oopper(ll) and cyanide. From these plots,. 
determined by the plane surface mirror technique, both at 
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et^rous eyaolde complexes and their complicating inter* 
equilibriums pointed to an analysis of the zero time rates 
first. Plots ware prepared. Figure 5, of log (-Rq) vs* logoC 
for constant initial total copper(II), where Rq is 
the initial rate of the reaction and o< is the zero time 
ratio of total cyanide to total eopper(II), These plots 
were found to have a slope of four for a variety of cK »s 
and the intercepts appropriate to 
5 4 
- Rq » A Tg^II (42) 
A possible initial rate expression is therefore 
- So - ^ («1 
In Tiew of tiie stoichiometry and equation (63), the 
following mechanism is postlaated» with a negligible amount 
of copper(11) in the cyanide complex: 
CudJSg)^^ + 4CM- » Ou((ar)J t nHHg(n Z 1,2,3,4, and/or 5)(44) 
Cu(CTr)| - Cu(CH)| + car® (45) 
-dT«„II 
H— « lc(Cu(CH)5) (46) 
Tkis meohanisra can be verified by evaluating the right hand 
side of (46) in terms of known quantities and then corre* 








Fig. 5. Variation of" - idth of , where z 
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The prior equilibrium of (44) is intended to be only 
symbolic siaee n may be considered as a peurameter of the 
oxidation reaction, for as copper(II) disappears from the 
reaction n increases, although total ammonia remains con­
stant throughout. To facilitate a mathematical treatment, 
this equilibrium can be thermodynamically separated into 
two equilibria: 
TT ^I" 
Cu(NH3)ji = Gu^ I + nNHg (4?) 
Ktt 
Cu^I t 4CN" Cu(CN)J (48) 
Corresponding to (33), therefore, is the equation which 
utilises the second equilibrium, 
- R = 1eKji(CUII)(CN-)^  
The evaluation of (Cu^^) is complicated by the existence 
of CudlHg)^^ species. Utilizing the caprlo-aBBoiila stability 
constants where = (Cu(NH3)J^)/((!tt(l®g)Jii)(NH3), and 
the relation Tq^Il r (Cu(NH3)|^) + (Cu(NHg)g)^^, since the 
concentrations of less-ammoniated species can be calculated 
to be insignificant^*^ and that of the cyanide complex is 
assumed to be insignificant, it can easily be shown that 
(ou") = — (60) 
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AXfiOf slQQe (CN ) "" Tqjj— ~ ^ fPoB 
stoiohlometry^ the integrahle rate equation Is 
. R = I^1<^ Cu")(^ 8N- - ^ T8UII ^  tfcull)^  
®NHg ^NHg 
- R = kK» (Tg^lDdgji- - 4Tg^II + 4Tq^II)^ (52) 
ikiuatlon (52) reduces to (45) at zero time* Integration of 
(52) gives: 
In i + 12x - 24x2 . Mx® -(in i t 12x- - 24*5 ^  .21x5) = 
X  ^ 3  \  X q  ®  0 * 3 0 /  
kK«(T®_ - 4T0 11)^ . t (53) 
CN ou 
or. 
X - = K" • t (54) 
© 
where x = *- f 4Tq^ II and x^ refers te zero 
time. Equation (54) Is valid for all oondltlons other than 
4Tq^II s 0, when (52) must be reintegrated. 
The slow reaction may Involve Gtt(GN)4(NHg)*' rather 
than Cu(CN)^ as the dlsproportlonatlng speoles, and In this 
case (47) and (48) are replaced by 
OuMHj)" f tn-l)HHg (66) 
'• K 
Cu(NHg)" 4 4CM- F Ctt(CN)4(NHg)= (56) 
and (50) Is replaced by 
(Ou(HH,)^^) s ^ (67) 
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E' now becomes 
(68) 
A similar treatment could be given for an intermediate com­
plex of Cu(CN)4(NHg)|^. 
The validity of the mechanism which has been postulate 
may be experinentally verified by the use of (54), for the 
product kK* should be independent of copper(XI) and cyanide 
concentrations. The role of ammonia in the intermediate 
complex is carried in K*, per equation (68) or (58). For 
the excessive ammonia concentrations, K* is a true constant. 
Plots were prepared where the left side of equation (54) 
was calculated and graphed vs. t. Figure 6 exemplifies these 
plots. The lines which resulted were straight and had the 
slopes corresponding to K" indicated in column 4 in Table 2* 
The quantity kK' was calculated in column 5 and proved to 
be independent of initial copper(II) and cyanide concentra­
tions. 
The last two columns of Table 2 indicate the results 
of an attempt to determine the role of ammonia in the re­
action by calculating the denominator of K' in the two 
mechanisms mentioned previously. With the use of van*t 
Hoff's equation (for Kq) and Bjerrum*s data, the cuj^ic-
ammonia stability constants were roughly estimated for 











Fig, 6, Variation of x - with time, per equation (54). 
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solutloas under consideration iiave a oonsiderable Ionia 
strength and since nothing is laiown about eoeffioients of 
thggmal expansion* EoweTer, orders of magnitude are prob» 
ahly not too inoorreot* If we now substitute the forisal con-
eoncept of ionie streiig'Qi was not designed to be relevant in 
solutions llE in amonia, the denosiinator of K* in (51) be-
in l^ble 2 are calculated under these condl'^ons and should 
thsrefore be considered as independent of variations in 
copperdDy cyanide» or ammonia* These valves, combined with 
the hazardous assumptions given above and the rapidity of the 
reaction, which limited the lower concentraticms of ammonia 
idiich was experimentally allcwahle^ definitely disallow any 
categorical statements regarding the function of ammonia in 
the reaction, but the author feels that the intermediate 
species is Cu(CIi}|. The following discussion proceeds upon 
this assumption* 
It is evident from the kinetic equation for the reaction 
that although a proper treatment of ammonia is assumed, only 
tl» product can he evaluated* tlhless the stability of 
the cupric-tetracyanide complex is independently known liie 
for activities, althou^ the 
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spdclfle rate constant for the reaction cannot l>e isolated* 
Hie rapidity of the reaction indicates that cannot be 
evaluated directly, but wl'&. the use of equation (11) and 
on 
data summarized by J, Bjerrum, tiie stability of the eomplex 
2,5 trns estioftted at about 10 • This points to a maignitude for 
k of about ten» althou^ perhaps not in the immediate nei^-
borhood of l^at number. The devious path which was neees-
sSiTj to arrive at the above value of k indicated that any 
atteo^ts to obtain a meaningfiil free energy of activation of 
the reaction would prove futile. But the extraordinarily 
hi^ value for k does signify a low free energy of activation. 
It has been shown that for a somewhat limited range in 
concentrations the oxidation of cyanide by copper{II} pro­
ceeds throu^ the disproportionation of an intenoadiate 
Cu(C!ir>| OQBq>lex* The conclusion can therefore be drawn 'Qiat 
the other possible paths for the oxidation, such as the uni** 
nioleoular di^roportionation of CuC^"^ or Cu(CH)2, or the 
bimoleeular reaction of two Cu(Glir}| molecules to form 
cyanogen directly» are considerably slower than the mechanism 
which was observed. It follows that the free energy of acti­
vation for the observed meehaniam must be considerably lower 
than those for other paths. 
The marked stabili^ of the cuprous tri-cyanide ooag>lei 
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In relation to other cuprous cyanide species is eTidenced by 
the non-appearance of other ^ecies in the kinetics of the 
reaction, and one lany directly infer liiat Cu(CK}| has consid* 
erably^ less free energy than the other cuprous cyanide coffl-
plexes» species liiich do not occur to any measurable extent 
in the idlnetic product of the reaction* If we now consider 
the series of reactions where various eupric 00!iq;>lex]e8 dis­
proportionate to give the cuprous cyanide eoixs)lexes with one 
less cyanide and a cyanide radical, the free energies of 
the products, excepting the tricyanide coisplex, indicate that 
the energy of activation may be directly correlated to the 
free energy content of the product» 
This correlation of free energies likewise infers a cor­
relation Qt other properties, thus an identification, more 
or less exactly, of structural feat\ires. Such an identifi­
cation of structures should not be pursued too rigorously, 
but when one considers the probable structure of reactant, 
activated complex, and product, the similarities are evident, 
« ft 10 
The electronic structure of cuprous ion is ...Ss 3p 3d and 
the ion has four low energy orbitals, one s and three p, 
available for «2mplexing« Since an ammonia molecule is also 
CQI^lexed to 6u(CH^{|, & tetrahedral structinre probably re­
sults from the sp® bonding. Considering the cupric tetra-
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cyanide eoa^lex, tlm cuprie ion has a .Ss^Sp^Sd® structure 
and according to Pauling, the odd d electron Is promoted 
2 
to a 4p orbit during eovalent coii^)lexing with a dsp bond­
ing and a square configuration resulting* This coplanarity 
has been obserred for CuClg * SHgO and also for other raol-
z 
ecules which contain Cu(II)-0 bonds. Since d^ bonding is 
considered to be stronger than sp bonding (2.69 and 2, 
respectively) and since coplanarity has been observed for the 
p 
coyalent linkage if dsp bondingone tends to conclude that 
the cupric tetracyanide complex has a coplanar configuration. 
If the activated compleXy is considered to consist of a 
mcaaentarily ^ongated Cu(II)-C!N bond precursory to the 
Cu(I)-CK^ state, the activated complex a&j be allowed to have 
an Interregnum ia idiich. it is not improbable that the struc­
ture my possess tetrahedral character* 
In any ease, the correspondence betweea activated complex 
and product is postulated, and the preceding paragraph should 
be considered as explanatory rather than apologetic. It is 
entirely possible that an ammonia molecule is also complexed 
to the reactant and it is also possible that one or two 
water molecules may be complexed. Ilhder these circumstances 
a similar bond orbitals-configuration analysis would be ques­
tionable • 
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correlation between activated complex and product 
in tMs reaction is a reversal of 12ie general statement that 
far reactions of the type A + B r C the activated coaplei 
may he ei^ected to resemble C more than the reactants^ for 
in the GuCHj-^" reaction exactly the reverse takes place. 
Reference has been made to the validity of Iciuetie 
evidence for the existence of coni^lexes. Ho kinetic evidence 
of complexes other than C»u(CEr)| and Cu(CN}| was found in this 
experiment, and it follows from equation (46) and the various 
assumptions inherent in it that concentrations of complex 
cyanide species other than those mentioned are ineonsequen-
tial^ less than 5-10 per cent> compared to their concen­
trations, Kinetic evidence for the existence of non-reacting 
complexes is therefore to be considered as sufficient but 
not necessary evidence, 
StpuBary 
The oxidation of cyanide ion by copper(IIJ in a con­
centrated ammonia solution was found to proceed most prob­
ably via the disproportionation of CUCGN}| to form a 
cuprous tricyanide complex and a cyanide radical. The pre­
cise role of ammonia in the reaction was unable to be deter­
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mined, and the intermediate complex may possibly contain 
one or two molecules of ammonia* 
The observed mechemism of the Cu(ll)-Ca!l'' reaction was 
explained by an activated complex^product correspondence in 
terms of free energy content of the species, or, in differ­
ent words, by a postulate that in a reaction of the type 
A —>B "f C, the properties of the activated complex are 
more similar to B -k C rather than A* 
Tenative evidence was found for the existence of a vi«» 
olet CuCN"" species, but no evidence was found for copper 
eyanide complexes other than those previously noted, althou^ 




It was demonstrated that the properties of an aqLueous 
solution could not be expected to be the sum of the prop­
erties of the separate ions added to the properties of pure 
^ter* Interaction occurs between the Ions and water and 
between the ions themselves, while a stronger interaction 
results in molecular entities called chemical complexes that 
have properties i^ich differ from their components, 
A quantity was developed which related the effective 
concentrations of the complex species A and MA^^* 
thereby relating the concentrations of all species in the 
solutioa. This constant was found to depend not only on the 
tendency of MAj^ to split off an A, or to further complex an 
A, but also on the Interaction of the various species with 
the aqueous environment. An examimtion of the tendencies 
of species to complex supplied several semi-satisfactory 
empirical rules regarding the stabilities of the coo^lex, 
but it was found that a complete theory of stability would 
require a complete knowledge of the complexing system, and 
this goal is unattainable at the present tixoe* 
Thermodynamics was found to offer a precise measure of 
the stability of the complex^ and the free energy change due 
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to IJie formation of a complex was correlated to a chemical 
energy change in tbie reaction together with an entropy 
change in the system^. A sttidy of the entropy properties of 
solutions indicated that if appropriate precautions were 
taken, the entropies of ions could be directly correlated 
to the ordering of solvent molecules around the ions. A 
theoretical calculation of entropy, similar to that done for 
water in ice, could therefore elucidate the actual average 
physical situation of an ion imaersed in water. Proceeding 
from this point, the msasured ionic entropies in actual 
solutions with appreciable ionic strength could then be re­
lated to the probable numbers of ions in the ion*atmo^here. 
Since such calculations have not been performed as yet, 
a return to or was proposed, for too often the nature 
and proportions of the species in an aq.ueou3 solution con­
taining a moderately compl&zing metal ion are either unlmown 
or unrecogaized. Since an appropriate electromotive cell 
can measure activities of aqueous ions, the potential of a 
concentration cell was i^own to be related to the equilib­
rium constants of the various aqueous complex species, and 
under certain conditions a determination of such a potential 
allows a determination of the concentration constants. This 
method of treatment was applied to the stannous chloride 
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equilibriums, and the stability constants of the four com­
plex species were measured at an ionic strength of two* 
The nature of metal ions and their complexes during the 
course of an oxidation-reduction reaction were then studied 
from the Tiewpoint of kinetics. It was observed that quite 
often suoh a reaction proceeds via the disproportionation of 
an intermediate complex, and the study of the Gu(II)-C®r"" 
reaction was undertaken as a test for the postulate that the 
disproportionation of an intermediate complex is a necessary 
path fbr an oxidation reaction. Since cyanide is a strong 
co^lexing agent, if its oxidation by copper(II) does not 
proceed through an intermediate complex the postulate must 
be discarded. Also, it was hoped that a relationship be­
tween the number of oxidizable anions and the rate of reac­
tion could be obseirred. 
The GudD-CH" reaction was observed to proceed most 
probably through the disproportionation of an intermediate 
Cu(CN)^ complex to form a Cu{CN)g and a cyanide radical. 
Prom a correspondence of the rate of reaction to the sta­
bility of the products, it is postulated that in a reaction 
of the general type A—f- C, the activated complex re­
sembles the products more closely than it resembles the 
reactant. The nature of the reaction was such that the 
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specific rate constant could not be determined within a 
reasonable degree of accuracy. 
Tentative evidence was found for the existence of a 
violet CuGH" complex, previously unreported• 
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